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ABSTRACT

Dissolution and precipitation rates of low defect Georgia kaolinite (KGa-ldJuwasction of

Gibbs free energy of reaction (or reaction affinity) were measur22@tand pH 4 in
continuously stirred flowthrough reactorSteady state dissolution experiments showed slightly
incongruent dissolution, with a Si/Al ratio of about 1.12 that is attributed to the repadsaf

Al on to the kaolinite surface. No inhibition of the kaolinite dissolution rate was apparent
dissolved aluminum was varied from 0 andu®0. The relationship between dissolution rates
and the reaction affinity can be described well by a Transition StateyT(1&¥) rate

formulation with a Temkin coefficient of 2

Rys (/) =1.15x 1013{ L exé%ﬂ |

Stopping of flow in a close to equilibrium dissolution experiment yielded a styutinstant
for kaolinite at 22°C of 10",

Experiments on the precipitation kinetics of kaolinite showed a more complex behagor. O
conducted using kaolinite seed that had previously undergone extensive dissolutionrunder fa
from equilibrium conditions for 5 months showed a quasi-steady state precipitétidor ri05
hours that was compatible with the TST expression above. After this initial period;drpwe
precipitation rates decreased by an order of magnitude, and like other ptiecigxperiments
conducted at higher supersaturation and without kaolinite seed subjected to extaémsive pr
dissolution, could not be described with the TST law. The initial quasi-steadyadtaie
interpreted as growth on activated sites created by the dissolution procelsts tauersible

growth mechanism could not be maintained once these sites were filled. Long-ter
precipitation rates showed a linear dependence on solution saturation statgdnatrally

consistent with a two dimensional nucleation growth mechanism following theayuat
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Further analysis using Synchrotron Scanning Transmission X-ray Mico§8®XM) in Total
Electron Yield (TEY) mode of the material from the precipitation expearimghowed spectra
for newly precipitated material compatible with kaolinite. An idealizedBetactive transport
simulations of the chemical weathering of albite to kaolinite using rateftasmn HELLMANN
and TISSERAND (2006) and this study respectively indicate that while poeesveat likely to
be close to equilibrium with respect to kaolinite at pH 4, significant kaolinite satpeation

may occur at higher pH if its precipitation rate is pH dependent.

INTRODUCTION

The kinetics of mineral dissolution and precipitation are critical to the intatjone and

modeling of geochemical processes at Earth’s surface. Some of the mosamnploases in

this regard are the clay minerals, of which kaolinite is perhaps the most intpd¢&linite

plays an important role in regulating soil and subsurface aquifer solution chenstnys
precipitation may even control the extent of undersaturation with respect toypdissolving
phases like feldspar (STEEFEL and VAN CAPPELLEN, 1990; ALEKSEYEV et al., 739G,

et al., 2004; MAHER et al., 2006). A number of studies of kaolinite dissolution have been
carried out previously (CARROLL-WEBB and WALTHER, 1988; CARROLL and WAL RJE
1990; NAGY et al., 1990; NAGY et al., 1991; XIE and WALTHER, 1992; WIELAND and
STUMM, 1992; GANOR et al., 1995; DEVIDAL et al., 1997; HUERTAS et al., 1999; METZ
and GANOR, 2001; CAMA et al., 2002; CAMA and GANOR, 2006). However, most of those
studies focused on the determination of the pH and temperature dependence of theodissoluti
rates in far from equilibrium, highly undersaturated dilute solutions. The variataiasafiution
rates with pH was considered to be related to the adsorption of protons or hydroxgls to t
specific sites on mineral surfaces, with the suggestion that edge siteskanlthite dominated

the rate (CARROLL-WEBB and WALTHER, 1988; WIELAND and STUMM, 1992). Although
those studies provided general information on the mechanisms of kaolinite dissolutiote the da
are of limited use for predicting the kinetic reactions in natural systemes, gore fluids in soils

or aquifers do not remain indefinitely far from equilibrium.

Compared to dissolution studies, there are relatively few studies on the kinéaginite

precipitation and most of these studies were performed at temperatures welhaisevef the

3



Earth’s surface. Nagy and co-workers (NAGY et al., 1991; NAGY and LASAIG93) studied

the kinetics of kaolinite dissolution and precipitation at pH 3 and 80°C. Their studies showed a
linear dependence of dissolution/precipitation rates on reaction affinityiljbs Gee energy) at
near equilibrium conditions and obtained a Temkin coefficient of 1 for the dissolutidionsac
using a Transition State Theory rate formulation. Other studies focused on tieslohet

kaolinite precipitation/dissolution at hydrothermal conditions and also indicatepritheiple of
detailed balancing was applicable under close to equilibrium conditions (SOQINEARNES,
1992; HUANG, 1993). DEVIDAL et al (1997) studied the dissolution and precipitation kinetics
of kaolinite as a function of chemical affinity at hydrothermal conditions (150°C, 4] drad
concluded that the variation of kaolinite dissolution/ precipitation rates witiiaeahemical
affinity can be described by a coupled Transition State Theory and Langgsonption model,

with the rate controlled by the decomposition of a silica-rich/aluminumieefiprecursor.
However, it remains unclear whether these experiments carried out undshbyahal

conditions are directly applicable to the lower temperatures and pressness-glrface

geologic environments. Therefore, it is important to directly measutatimite
dissolution/precipitation rates at ambient temperature and pressure conaitenespossible. As

is the case with dissolution, it is also essential to determine the dependdreeaté bn

reaction affinity.

To describe the rates of dissolution and precipitation as a function of reaétdy,afransition
State Theory (TST) has been widely used as a theoretical framewoéktiRRecasaga and
Luttge (LASAGA and LUTTGE, 2001; LASAGA and LUTTGE, 2003) proposed an alt@mati
model for mineral dissolution under close to equilibrium conditions that involves step wave
dissolution. Dove et al (DOVE et al., 2005) also recently applied the mechanistassi¢al
crystal growth theory to explain quartz and aluminosilicate dissolution behatioa wiodel

that did not follow the classical TST relationship.

This paper reports the first attempt to measure the kinetics of kaolinite dmsaind
precipitation at ambient temperature and pressure (22°C and 1 bar) and at a pH of 4. Well
crystallized low defect Georgia kaolinite (KGa-1b from the Clay MiseBaciety) was used as
seed material to determine dissolution/precipitation rates as a functieactibn affinity and

variable Al and dissolved Si concentration. Dissolution and precipitation rategveduated as
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to their reversibility and congruency, and the applicability of various rateviassnvestigated.
Using the kaolinite precipitation rate that was determined in this study togethe rate law

for albite (plagioclase feldspar) dissolution proposed by HELLMANN and BHRFESND (2006)
that was adjusted to 25°C, a simple set of reactive transport calculations afattvegaithering
are used to evaluate the extent to which kaolinite precipitation rateEstesmough to maintain

the pore water solution close to equilibrium with respect to kaolinite.

THERMODYNAMIC AND KINETIC BACKGROUND

The overall kaolinite dissolution and precipitation kinetics under acidic conditions can be

expressed as
Al Si O (OH),+ 6H € 2AF"+ 2H,SIiO, + H,C. (1)
The equilibrium constant for the reaction is given by

2 2
a . a
Keq _ NE 6H4SO4 ' (2)
a
H+

whereg; represents the thermodynamic activity of the dissolved species and viteeacif

water and kaolinite are assumed to = 1.

The dissolution and precipitation rat&ss/ps (mol. m? s%), in a well-mixed flowthrough
reactor are determined at steady state from the change in Al and&lilagc¢o the following

expression

Rdi$/ ppt (m%zs) = %I:Ci in Ci ,out:l ) (3)

whereQ is the volumetric flow rate of the input fluid (L/<};, ot andC;, inp are the concentrations
of component (Al or Si in the case of kaolinite) in the output and input solutions, respectively

(mol/L), n. is the stoichiometric coefficient of componem the reaction (2 in the case of both

Al and Si), andA is the surface area fin Steady state has been defined as where the output Al
or Si concentration was stable with less than 10% variation for at least otwe vedume. This
interval is typically characterized by multiple data points. The dissaoltr precipitation) rates

were calculated based on the average results from the data in the steathestval.
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The degree of solution saturation state with respect to the kaolinite dissolutmpitatien

reaction is expressed in terms of the Gibbs free energy of reast&n,

AG, =RT |n{'KA—P} =RTIn[Q] 4)

eq

whereR s the gas constari,is the absolute temperature (KAP andK, are the ion activity

product and the equilibrium constant respectively, @neIAP/K,, . To describe the activities

of the solutes involved in the reaction accurately, it was necessary to daargalaulation of
the distribution of aqueous species. For this purpose, the geochemical computer code
PHREEQC was used (PARKHURST and APPELO, 1999). Al and Si species and their
hydrolysis constants used in the calculation are listed in Table 1.

MATERIALS AND METHODS

Source clay and pre-treatment

Kaolinite used in this study is a low defect Georgia kaoliniteaK®, purchased from the Clay Minerals
Society. Samples were cleaned prior to dissolution and precipitationragpésito remove amorphous
oxy-hydroxide material by washing with 1M NaCIl/HCI at pH 3 until the supenhata reached 3,
followed by repeatedly rinsing with ultra-pure®(18.3 M2.cm) and vacuum filtration through Quin
polycarbonate membrane filter until pH > 5. The cleaned and rinsed sangie then dried at 50°C in
the oven, gently crushed and stored in a HDPE bottle. The BET surfacketemained for the pre-
treated kaolinite samples was 11.83+ 0.G2gr(Micrometrics TriStar 3000 measured witk) Nvhich is
similar to the value of 10.05+ 0.02 ity reported by the Clay Mineral Society.

Experimental approach

Experiments were carried out using a well-stirred flowthrough reat®om( in volume) manufactured
by Advantec/MFS, Inc. held at room temperature (22+2°C) and pressure. Bétaerd 2 g of kaolinite
was allowed to react with a continuously injected fluid of fixed inputpszsition. The flow rates were
controlled by a HPLC or syringe pump and ranged from 0.05ml/min to 0.001 mL/min, yielding a
residence time within the stirred cell ranging from a minimum of 24 hours txenum of 48 days.
Stirring of kaolinite and the fluid was controlled by a magnetic stitegblaced directly beneath the
reactor using a Teflon-coated stir bar that was mounted on a hanging rod tgrandiity of the kaolinite
6



within the reactor. Solutions were filtered through the base of tinedstell reactor with a 0.45m nylon
and 0.1um polycarbonate membrane filter in sequence. Filtered effluents wléreted in clean low
density polyethylene bottles and polypropylene vials. The solutionstedlle@re analyzed for total Al
and Si by inductively coupled plasma optical emission spectroscopy (IGRHaEkin Elmer DV5300).
Each sample was analyzed with 5 replicates. The 95% confident levedpeated according to student

test value for standard deviations based on the 5 replicates.

Flow rates as low asiL/minute were used to produce a measurable change in concentration in the
reactor effluent. A micro-PFA self-aspirating nebulizer with/&@minute sample injection tubing was
used with the ICP-OES to analyze the small sample volumes that desoitethe low flow rates
(typically about 20QuL for the 5 replicates) so as to provide accurate analytical reduilessolution pH
was measured with an Ac®epH electrode with a reported accuracy of 0.02 pH unit for samples in
experiments with high fluid flow rates. For a small number of samplesctand at very slow flow rates
in precipitation experiments where the effluent volume was less, the pirhaasured with an Ori@n
Micro-pH electrode. After pH measurement, all samples were acdidifith 2% ultra-pure HNQ(J. T.
Bake®) before ICP-OES analysis. Before beginning a new experimentheittaime kaolinite, the
stirred cell was flushed with new input stock solution for about 2-3 pore eglaira high flow rate (~0.5

ml/min) to eliminate residues of the previous stock solution.

Input stock solutions for aluminum were made by diluting aluminum ICP stanalatibs (from CP®,
source material AlGldissolved in ultrapure HN{with 18.3 M2.cm deionized water. Silica stock
solution was made of reagent grade$i@;.9H,0 (from J.T. Bake®) dissolved in deionized water. The
input stock solution was adjusted to the specified pH with diluted uleapNO; or reagent grade NaOH
solution. The ionic strength of the input solution was adjusted to 0.01M usiggntegrade NaNgAlfa
Aesam). Stock solutions were checked periodically for their purity andh fsesck solutions were made

every month.

A total of six different target stock solution compositions were used astmhe flowthrough reactors
in this study, three for dissolution and three for precipitation (Tabl&12¢.target compositions of input
solutions, coupled with varying fluid flow speeds, were designed to cover aamige of reaction

affinity with respect to kaolinite. To represent the variationsfiluent solution chemistry, the
experimental duration time of each individual experiment was converted toglorees according to the
volume of the stir cell reactor used in this study (70 ml) and correspondiddldwirates. The effluent

solution chemistry was plotted A€, andACgy (ACy andACy are defined a€,,~Ci, for samples in
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dissolution experiments and @g-C,.for samples in precipitation experiments) against pore volumes for
all experimental results to facilitate comparisons of experirheggalts using different input stock

solutions.

To determine the kaolinite solubility constant at 22°C, flow was stoppeedissolution experiment run
close to equilibrium and the solution was allowed to equilibrate for atiadd period of one week. The
solubility constant is also bracketed more broadly by the results ofsf@dion and precipitation

experiments.

The error propagation in the calculate@, andACsg; in the effluent as well as the error in the rates were
estimated using the following equations (MILLER and MILLER, 1993)

_ 2 2
UAC - Uci‘out + O-Ci jin (5)

2l (3
r AC A Q

whereg, is the uncertainty in the calculated raig, represents the uncertainties of the calculated Al or

Si concentration differenc&C) between input and output soluti@ o« andog;, in, are the Al or Si
concentration uncertainties (reported at 95% confidence level) outhat and input solutions,

respectively, and, andogare the uncertainties in the surface area and pumping speed, refypectiv

Since the differences between the input and output solution conaardratiAl and Si were used for
kinetic rate calculations, it was essential to analyze solute coatiensrwith a high degree of accuracy.
Therefore, great efforts were made to obtain high accuracy sample sinalye so, it is still difficult to
achieve less than 1% relative standard deviation (RSD) during sampisignedpecially for samples
with high Si and Al concentrations. Since all data are reported at the®afident level, this

corresponds to about 1.24 RSD as uncertainties (based on a stedemalue for 5 replicate samples).
For samples with high Si or Al in the input stock solution, the error propagaitidarther amplify the
uncertainties in the calculat&€, andACg values. Therefore, experimental results having the smallest
uncertainties in the calculateadC, andACq were those with zero Al and Si in the input stock solution. In
order to bring the saturation states of the input solutions cloggiitbgum with respect to kaolinite

while keeping them undersaturated with respect to gibbsite, howeveontipesition of input stock
solutions needed to have a high Si/Al ratio in most experiments. ThiteceBularge uncertainties in the

ACqg values compared to the correspondh@), in the precipitation and close to equilibrium dissolution
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experiments. Therefore, effluent Al concentrations coupled with solution pélused as the main
criteria to determine if the steady state had been reached. For thecseson, the steady state change in
Al concentration between the input and output solution was used for determivfaté@action rates in all
experiments to minimize the uncertainties in the rates that ardataelt. Although the net change in Al
concentration showed a larger uncertainty than did the Si data in the B@igddlution experiment
because of high Al in the input stock solution, the dissolution ratetilasikulated based on Al data to

keep this experiment comparable to the other experiments.

Characterization of precipitation samples

Samples in the precipitation experiments were characterized by simchX-ray powder diffraction
(SXRD) and Scanning X-ray Transmission Microscopy (STXM) methotteeaddvanced Light Source
(ALS) of Lawrence Berkeley National Laboratory. In the synchrotroayXdiffraction study, a few
drops of precipitation sample wet paste were transferred to 0.6 mm inmeteliglass capillary tubes or
mounted on a cellulose tape and examined on Beamlines 11.3.1 and 10.3.2 at the ALS with a
monochromatic X-ray of 0.7293 Angstrom wavelength. In addition to the SXRD studyl|la@asmant of
solid material (original kaolinite plus new precipitate) from the ipition experiments was mounted on
silicon nitride windows (manufactured by Silson, Ltd) and further examinagrimhrotron STXM on
Beamline 11.0.2 at the Advanced Light Source. The Al spectrum of standard Gealgiée (from the
Clay Minerals Society) and gibbsite (from Ward Scientific) wése aollected for comparison with those
from the precipitation experiments. In order to examine only the surfasedbthe reacted samples, the
spectrum was collected in Total Electron Yield (TEY) mode. In TEY modeadf recording the
transmitted or fluorescence X-rays, the elastic electrons geddrgtincident X-ray are recorded as a
function of the energy of incident X-ray. This technique is surfacetsenand has a probing depth of
only about 3 nm at the Al K edge (ABBATE et al., 1992; EBEL et al., 1994).

RESULTS

Equilibrium solubility

In order to calculate accurately the Gibbs free energy for kaolinitigwnel it necessary to
measure the solubility of the actual kaolinite used in this study at 22°C. Fputpisse, the
inlet line of a sample from a close to equilibrium dissolution experiment wamndiscted at the
end of the experiment and allowed to further equilibrate with the kaolinite saonplledut 1

week as stirring continued. The two sampling points that were measured inytiadvwaery
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similar aqueous Al and Si compositions and showed only slight differences in the solution pH
within the uncertainties of the pH measurement. Accordingly, the averagyets reere used to
calculate the kaolinite solubility constant. The equilibrium solubility detezd in this way was
10" at the experimental temperature of 22 °C (Table 3). May and co-workers studied the
solubility of Dry beach Georgia kaolinite and determined its solubility to 5& 2025°C (MAY
et al., 1986). Nagy and co-workers derived the equilibrium solubility of Twiggs @etrgia
Kaolinite as 16" at 80 °C (NAGY et al., 1991). Using the Van't Hoff equation with an
enthalpy change of -35.3 kcal/mol (taken from PHREEQC database, PARKHURST a
APPELO, 1999) for the kaolinite dissolution reaction, the equilibrium solubilityeva
determined in this study is in close agreement with the extrapolated ks et al (1986)
(10""at 22°C) and the extrapolated data from NAGY et al (199P)°(#2 22°C). The Gibbs
free energies for all of the kinetic experiments reported here wexdated based on the

equilibrium solubility derived in this study.

Dissolution experiments

Dissolution experiments were conducted with three separate kaoliniteesamgbérred to as
KGa-D1, KGa-D2, KGa-D3 in Table 4) under five different conditions. Figures 1 through 3
show the variations inCy andACg in the effluent of all dissolution experiments over time.
Typically, steady state was reached within 10 pore volumes (about 200 hours) in aewty st
dissolution experiments. In contrast, it required much less time (about 5 pore vdiomezsh a
second steady state when only flow rates were adjusted in experimests fstem a previously

established steady state.

It should be noted that during initial experimental setup, the KGa-D1 sample was tessdhe

flow through reactor configurations and to verify sample analysis protocols. Thad,been
pre-reacted in the flowthrough reactor with stock solution 1 and 2 for about 5 months before the
start of experiments documented here. This extended dissolution may haeld@ffeatharacter

of the kaolinite surface relative to other experiments that had no such extendedidispelind

far from equilibrium. The KGa-D1 dissolution experiments were conducted with 2g aifitgol
which was first dissolved at far from equilibrium conditions with stock solution 1 (nmuS3\)

for about 20 pore volumes until steady state had been established (referred tolatsodiss
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experiment KGa-D1a). Then the input solution was switched to stock solution 2 (0.5mM Si, no
Al), which was designed to measure kaolinite dissolution rates closer tieqguoil(KGa-D1b).

One gram of kaolinite was used at the start of all other dissolution expegirmreexperiment
KGa-D2, the kaolinite sample was first dissolved with stock solution 2 at close b g
condition for about 12 pore volumes until a steady state had been reached (KGa-B2ah&h
fluid flow rate was decreased by a factor of 5 to bring the system closer libraqui (KGa-

D2b). The KGa-D3 dissolution experiment was conducted with input stock solutionX @0

no Si) to measure the dissolution rates at conditions moderately far from eguoil{hG = -16.4
kJ/mol). The effluent solution in this experiment reached steady statagft®ximately 8 pore

volumes.

As shown in Figures 1-3 and Figure 4, all dissolution experiments showed slightlgruneon
Si/Al release at steady state, with a preferential release of Biougjh the dissolution
experiments with high Si in the input solutions had larger uncertainties in theneXbi
concentration, it can be seen that generally effla@atwas larger than the correspondivgy
within the experimental uncertainty. Dissolution experiment KGa-D1la was dedduith an
input solution having no Al and Si, and thus should have had a minimum uncertaintA®i the
andAAl measured. It still showed slightly incongruent dissolution with a Sitid & about

1.12 in the steady state effluent (Figure 5). However, the increase of pH indkatssf all
dissolution experiments was generally congruent, with the correspondietgAse at steady

states within experimental uncertainties (Figure 4).

Precipitation experiments

Precipitation experiments were conducted with kaolinite that had previously lezbmus
dissolution experiments. Since the precipitation of kaolinite is very slow at 22§€ngespump
was used to generate a very low flow rate in the precipitation experinoesss produce
measurable differences between the input and output solutions. As a result, ilygtoukal
more than one month for the precipitation experiments to reach steady statbeveixception
of experiment KGa-Pla. Figure 6-8 show the variation of effla@at andACg for all
precipitation experiments as a function of time. Experiments KGa-P2 and E&la® a

deficiency of about 0.03 pH units (Figure 4) relative to stoichiometric pratgitthat is likely
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the result of the use of a micro-pH electrode in these experiments. Gehetival precipitation

experiments show stoichiometric decrease of Si, Al, and pH.

KGa-1P precipitation experiment, which was begun with kaolinite used in a dissolution
experiment that lasted over 5 months, was noteworthy in showing two quasi-sétaslylaring
the course of experiment (Figure 6). The first quasi-steady stateacsed after 4 pore
volumes (about 95 hours) and lasted an additional 4.5 pore volumes (or about 105 hours).
During this period, the effluent solution Si and Al showed continuous stoichiometric
precipitation accompanied by a congruent pH drop (Figure 6A). Howeveradtital of 8.5

pore volumes (or 200 hours), these relatively rapid precipitation rates disappehtbd a
difference between input and output solution Si and Al concentrations was not rokagitra
this point, the fluid flow speed was decreased by a factor of 10uffn$), and after about
another 2 pore volumes (about 400 hours at this slower flow rate), the experiment reached a
second quasi-steady state which then persisted for the remainder of thmmerpeHowever,

the precipitation rate of Si and Al at this second steady state was much tblaw#rat measured

in the first quasi-steady state (Figure 6B).

This apparent two stage steady state feature was not observed in the KGa-Eadn8l K
experiments. The pump speed was decreased furthedAmih in these two experiments. After
being reacted in the flow through reactor for about one and half month (approximatplyrene
volume), the kaolinite samples in those precipitation experiments eventuallycshtabée
congruent precipitation of Si and Al in the effluent solution, indicating that a stesdyhad

been reached (Figure 7 and 8).

Changesin surface area

The kaolinite sample subjected to the longest combined dissolution and precipittioonre

time was used for BET surface area measurement at the end of the pracipliase. The
measured value was 14.27/gy which indicated an approximately 20% increase compared to its
initial value of 11.8 fig. Grinding effects on the kaolinite surface area are indicated in some
flowthrough reactor experiments (METZ and GANOR, 2001), although this effect wa
minimized in our experiments because of the use of a suspended stir bar. ColliseEsnbet

kaolinite grains and either the stir bar itself or the sides of the readitocstirred, however, and
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this is a likely explanation for the increase, since the mass of newly pagsipihaterial is not
enough to account for this increase. Considering the long reaction time of over 7 months this
sample had been subjected to and the error in BET measurement (typically about i/8%0), i
assumed that there was no significant change in sample surface areawdsd reaction. The
kinetic data of the sample (KGa-D1) subjected to the longest reaction timmomaalized

according to its final surface area value. The kinetic rate data of allsatimgies were all

normalized to their initial surface area value before any reaction odcurre

Dissolution and precipitation rates

The dissolution and precipitation rates calculated at steady-state wittidaq3a and the
corresponding Gibbs free energy of reaction are shown in Table 4. As expectedolhéatiss
rates measured far from equilibrium were faster than those measuredaqgsdibrium. With

the exception of the KGa-P1la precipitation experiment, however, the precipitdéswere

much slower than the dissolution rates. An early study of Georgia Dry Branch leaatinit

various temperature and pH conditions in which the reactor volume was stirred (GAMNQD,

1995) gave far from equilibrium dissolution rates that agree very well with the vejumsed in

this study. For example, they measured an Al steady state refeaseIa6 x 13° compared

to the rate of 1.15 x 18 mol/mf/sec measured in this study at an input pH of 4. The dissolution
rate determined here is also broadly consistent with the study of Wieland and Stumm
(WIELAND and STUMM, 1992), who determined a rate constant of 2.4’% a®l/nf/sec

using kaolinite in a batch reactor at pH 4. Using an activation energy of 7.0 éicah’dha pH
dependence of 0.40 for the kaolinite dissolution reaction (GANOR et al., 1995), the dissolution
rates determined in this study were also broadly consistent with those repa¥iteglyis study

at 80°C and pH 3 using Twiggs country Georgia kaolinite (NAGY et al., 1991). HoweMer, wit
the exception of the KGa-P1la experiment (the initial quasi-steady d&atbatcould not be
maintained), precipitation rates determined in this study were slower teardedérmined in

Nagy’s study (Nagy et al., 1991, 1993) based on an extrapolation from 80°C to 22°C assuming
the activation energy for the dissolution reaction applies. The relationshipebetveerates and

reaction free energy is addressed further below.
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Solution compositions with respect to potential minerals stabilities

In the kaolinite precipitation experiments, the goal was to keep the input stockrsoluti
supersaturated with respect to kaolinite, but undersaturated with respect tegihtdsall other
potential secondary phases. In order to achieve this, it was necessary to hs8ighrgtio in
the input stock solutions, which resulted in Si concentrations that were in some cases
supersaturated with respect to quartz. Since quartz is known to be very difficult tat fiaom
temperature and pressure, precipitation of quartz is considered very unlikelypGidreial
secondary phases that might be formed include amorphous silica, gibbsite, ienagolit
allophane. The saturation states of these potential mineral phases with tefpesolution
compositions at the steady state in the precipitation experiments areishbaiole 5. Itis
apparent that the steady state solution compositions of precipitation expenmeeatall
undersaturated with respect to those possible aluminum or/and silica-bearirgy gimdgehe
input stock solution for KGa-P3 was slightly supersaturated with respect totgjbivgigolite
and possibly allophane. Aside from these solubility calculations, it is notewtheththe Si/Al
ratio of 1 at steady state is incompatible with precipitation of either imied&W/AIl = 2) or
allophane (Si/Al = 1.26 ~ 2). Furthermore, after reaching steady stateJulierscomposition
of KGa-P3 experiment became undersaturated with respect to gibbsite,iiemagdlallophane,
indicating earlier formation of those phases was very unlikely. For gibb&itg/'s dual phase
precipitation experiments indicated that precipitation of gibbsite on kaolirtks seas very
unlikely even at these higher temperatures and where the solution was not sgtedsafitin
respect to kaolinite (NAGY and LASAGA, 1993). Since pure kaolinite seed matasaused,
the stock solution was much more supersaturated with respect to kaolinite anddhetste
solution compostions were undersaturated with respect to all other possible alunamoh or
silicon phases, it appears reasonable to assume that kaolinite was the phedelfomg the
precipitation experiments. Samples in the precipitation experiments wrerfuerified and
characterized by Synchrotron X-ray powder diffraction (SXRD) and Scanmamggihission X-
ray Microscopy (STXM) techniques.
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Characterization of surface precipitates

Synchrotron X-ray diffraction analysis showed no indications of any gibbsiks pethe
samples from the precipitation experiments. However, the mass of newly fatecipnaterials
was very minor, only enough to form a kaolinite layer with a thickness of a fewelisit ¢
because of the very slow rates of reaction, despite the fact that premgitati occurred for
over two months. Since the incoming X-ray will penetrate through the sampig<igsa
SXRD analysis, however, this technique may not be very sensitive for detectilyg new
precipitated materials when the total mass of this material is quite(sm&o).

To further verify that gibbsite did not precipitate, the precipitation samyses also examined
by STXM on Beamline 11.0.2 at the Advanced Light Source at Lawrence BeNatlieyal
Laboratory. The STXM beamline has a spatial resolution of 40 nm for sampl@gniagt can
also perform X-ray absorption spectroscopic analysis of samples. A STXjé iohdhe
kaolinite sample from precipitation experiment KGa-P3 is shown in Figure 9A. Undéd S
analysis, the kaolinite sample taken from precipitation experiments was tiragwshable
morphologically from unreacted kaolinite. In order to verify the phase of the padegi
material formed at the surfaces of seed kaolinite, X-ray absorptiomeguagy was used to
compare the Al spectrum of the surface precipitated materials with th@nafard kaolinite and
gibbsite. X-ray absorption near edge spectra (XANES) is very sensitivedbeimecal valence
state of an element and its coordination environment within the mineral structure
(KONINGSBERGER and PRINS, 1988). Itis used as a ‘fingerprint’ to detecteésenmue of a
particular element and determine its valence, speciation and coordination emvitdoym
comparison with the spectra of its standard compounds (HUGGINS et al., 2000; FEENAER
2002). In order to examine only the surface layer of the kaolinite sample, spextreolected
under Total Electron Yield (TEY) mode. While the detection limit of the XANESyarsais on
the order of 5% (in this regard, greater than the 1% detection limit on a bulk basayhiad
achieved with SXRD), the fact that it probes the surface of the crystkésrita preferred
method for determining the identity of newly formed phases, since newly preszipitaterial is
expected to form only on the surfaces of the seed kaolinite, The Al spectrumedenghrs
way on the surface layer of kaolinite from a precipitation experiment R&aas well as

kaolinite and gibbsite standards, are shown in Figure 9B. These spectra demdradttageAl
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spectrum of surface precipitates on seed kaolinite have very similarefeaiithe standard
unreacted Georgia kaolinite, while they are significantly differemhfthe gibbsite spectra.
While kaolinite has “gibbsite layer” in its basic structure, thus making\beall structure of Al
X-ray absorption near edge spectra appear similar for kaolinite andtgjlaberences between
the two minerals due to the presence of silica tetrahedral layers in thetkaaanstill readily
apparent (as shown in the circled area on Figure 9B). The similarity betwesrettie for
standard kaolinite and the surface precipitates indicates the actualidorofdtaolinite on the
seed materials in the precipitation experiments, in agreement with thetipretased on the

thermodynamics of the effluent solution chemistry.

DISCUSSION

I ncongruent dissolution

It was shown in Figures 1-3 that all dissolution experiments showed a sligheptiefierelease

of Si compared to Al. The possible reasons for this incongruent dissolution include back
precipitation of an aluminous phase, re-adsorption of released Al, or dissolutioticH prease
present in the kaolinite samples. Arguing against the role of a silica tsnutine fact that the
source clays used in this study were well crystallized pure kaolinite siarfdam the Clay

Mineral Society. In addition, samples used in this study had been washed thoroughlyén the pr
treatment procedure. The possibility of silica impurities seems even mdelyim the case of

the KGa-D1 sample, which showed a Si/Al ratio slightly higher than stoichicndespite

extensive dissolution for over 5 months.

The effluent in all of the dissolution experiments remained below saturativmespect to all
aluminous phases (gibbsite, boehmite, diaspore) because of the low pH (less than 4tk5) and t
relatively low Al concentrations. Thus, back precipitation of an aluminous phase appgars ve

unlikely as well.

CARROLL et al. (1988) also reported slightly incongruent dissolution of ka®ki25°C
between pH 2 and 9 in their long term dissolution experiment. This phenomenon was also
observed in the studies of WIELAND and STUMM (1992) at room temperature in far from
equilibrium dissolution experiments and was attributed to the adsorption of Al on todheerea
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kaolinite surfaces. Schroth et al. (SCHROTH and SPOSITO, 1997) measured the peiat of
net charge to be approximately 3.6 and a permanent structural charge defs&yronol/kg

for of KGa-1 kaolinite, so it appears likely that a small amount of the dissolved Akwas
adsorbed to the kaolinite surface, thus causing the slightly deficiencyiroti#d effluent from

the reactor.

Evaluation of the effect of dissolved Al on kaolinite dissolution

Oelkers and co-workers reported an Al inhibition effect on silicate midessblution

(OELKERS et al., 1994; DEVIDAL et al., 1997). In their studies of kaolinite and albite
dissolution at 150°C and 40 bars, the logarithms of the rates at a constant pH shoeed a |
dependence on aqueous Al concentrations even under far from equilibrium conditions. In this
study at 22°C and atmosphere pressure, however, no evidence for Al inhibition was observed.
For example, a comparison of dissolution experiments KGa-D3 and KGa-D1b, where the
effluent contained 65 and 6.4 Al respectively, indicates rates that are the same within
experimental uncertainty, or even slightly higher for the higher Al expatiiable 4). A
comparison with all of the other dissolution experiments confirms the lack of dfeét. eThe
difference in temperature and pressure between the experiments repaté&Ph€rand 1 bar)

and those conducted by Oelkers and co-workers (OELKERS et al., 1994) may thepla
difference in the results, although additional systematic experiments bx@ader range of pH

and Al concentration are needed to further verify this observation at room temgeratur

Dependence on Gibbs free energy

Transition State Theory (TST) is a formulation for kinetic rate lawspimatides an integral link
between the thermodynamic driving force and the rates of kinetic geochemmadses. It has
been applied widely in geochemistry to describe the dissolution and crystalliztes of
silicates minerals (LASAGA, 1981; AAGAARD and HELGESON, 1982; LASAGA, 199&th
a general form given by (AAGAARD and HELGESON, 1982)

-AG
Re =R, [1— exp{ﬁﬂ (7)
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whereR.« (mol/nf/sec) is the net overall rate of the reaction (forward rate minus reetese

R. is the forward (dissolution) reaction rate far from equilibrium per unit sugieegemineralR
is the gas constant, T is temperature in degrees Ketvia,Temkin's average stoichiometric
number, which is the ratio of the rate of destruction of the activated complex involtredrate-
limiting reaction step with the rate of the overall dissolution rate A& the Gibbs free
energy (=A, the chemical affinity) of the overall reaction (kJ/mol or kcal/mol) andfisel®in
equation (4). The application of Equation (7) assumes that a single rategistép controls the
overall rate of reaction, that steady-state conditions are met, and thatghiutde ofAG for

each elementary reaction is not much greater than RT.

Using the Gibbs free energy of reaction derived using Equation (4) from thi&mgui constant
for kaolinite measured in this study, the kaolinite dissolution and precipitateswate fitted
with Equation (7). The dissolution rate data and the precipitation rate derived fpenmsnt

KGa-P1la can be fit very well with Equation (7) using a Temkin coefficieBt(Bfgure 10)

AG

Ry =1.15x 10 { T ex%ﬁﬂ (8)

Two distinct regions are apparent in the fit of the dissolutions rates: djrarfaequilibrium (<-
11 kJ/mol or -2.6 Kcal/mol) region where rates are independent of the chemiigg},adhd 2) a
close to equilibrium (>-11 kJ/mol or -2.6 Kcal/mol) region where the rates depend on the
chemical affinity, with the width of this zone determined by the Temkin coefticiThis result
is in general agreement with the studies of HUANG (1993) and SOONG and BARRES,
who suggested that kaolinite dissolution rates are independent of the saturation index for

chemical affinity < about -2 Kcal/mol.

Lasaga and Luttge recently proposed a new step wave dissolution model in wéodltidis
rates decrease sharply when a critical free energy state corregptmthie opening of etch pits
in mineral surface is reached (LASAGA and LUTTGE, 2001; LASAGA and LGET2003).
However, extending this theory from minerals having relative well develogetWwork crystal
structures (e.g., calcite, feldspar or quartz) to layered silicates ipraint, since dissolution
may occur primarily along the edges of the layers (WIELAND andNWILJ1992; BOSBACH
et al., 2000). Given the slow rate of kaolinite dissolution at 25°C, it is a real chailemgasure
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rates very close to equilibrium under these conditions, so evaluation of this dissolution
mechanism for kaolinite may need to be carried out at higher temperatueetivdeates are

more rapid andh situ techniques involving direct microscopic observation can be used.
However, we note that Nagy’'s data at 80°C, which covered a much narrower rangetofeepa
from equilibrium (from 0.12 to 0.5 Kcal/mol), showed only a simple linear dependence on the
saturation state (NAGY et al., 1991). Evidence collected in this study suggeste thiaarp
change in dissolution rates predicted by the step wave dissolution model does nat theeur |

case of kaolinite at room temperature and pressure conditions.

Applying classical crystal growth theory, DOVE et al. (2005) succegsyplained the
dissolution behavior of quartz, K-feldspar and kaolinite at elevated temperatiutevai
proposed dissolution mechanisms: 1) dissolution at dislocation sites, and 2) dissolution by
nucleation of vacancy islands. An attempt was made to interpret the dataedalheittis study
with their proposed models, but neither produced a satisfactory fit. Consideringplosqu
models were based on quartz dissolution data collected at much higher terad@€e), it is

suggested that direct extrapolation of these rate models to temperature may not be justified.

Precipitation experiment KGa-P1, which had been subjected to over 5 months of dissolution
prior to the switch to supersaturated conditions, showed quasi-stable reversitpliégpien rates
for a period of 4.5 days and is well described by the TST rate law given in Equatidrh(8)
strongly suggests that for short times, precipitation may be fully iblesgith respect to
dissolution across the range of free energy space investigated up to this23oétq-+4.5
kJ/mol) , although this result may depend on the development of specific reactwassite
extended dissolution. The rapid precipitation rate observed in early quasi-stisadyf KGa-
Pla sample are most likely related to re-attachment of Si and Al at higly sitesgactually
created as a result of long-term dissolution far from equilibrium, sindasbehavior is not
observed for kaolinite seed that were subjected to shorter dissolution timesddcafier those
active sites originating from the dissolution process were filled, pratgutproceeded by a

different, slower growth mechanism.

After the drop in precipitation rate in experiment KGa-P1, and in the case oh#drewb

precipitation experiments KGa-P2 and KGa-P3 that were not subjected to longigsohation
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in advance, the precipitation rates could not be described adequately with Equatlam{®r.

term kaolinite precipitation rates, therefore, are not reversible with theliBSolution rate law
proposed above, implying a change in reaction mechanism between dissolution and lpng-term
truly steady state precipitation. The precipitation rates data are testzibed with a linear

dependence on the free energy of reactita,

AG
Rppt = 8OX 1015 [ﬁ:| (9)

Nagy also obtained a linear relationship between kaolinite precipitatiorarategsaction free
energyAG close to equilibrium at 80 °C and pH 3 (NAGY et al., 1991). The precipitation rates
determined by Nagy can be fitted with TST type of rate law, however, hdtblopes of the
precipitation rates data apparently following the trend of correspondingudiesalates data
within experimental uncertainties. HUANG (1993) and DEVIDAL et al. (199#&rdehed
kaolinite precipitation rates at hydrothermal conditions (between 150 ~ 275 °C, at pHIj 4.2 a
7.8) and their results also indicate reversible dissolution and precipitationakegailtbrium.

The fact that reversibility is not observed in this study across the full cdriigee energy space
considered (-23.6 to +14.8 kJ/mol), except over relatively short times as in expeki®a-P1a,
while it was observed in experiments by NAGY et al. (1991), HUANG (1993), and DEVHDA
al. (1997) may be the result of the significantly higher temperatures and pérbdgsgth of the
experiment. This highlights one of the difficulties with investigating reactiechanisms at
higher temperature and then extending these via activation energies to lopenateme. There

is no guarantee that the same reaction mechanisms will actually apply.

Although Nagy’s experiments (NAGY et al., 1991; NAGY and LASAGA,1993) werepadd

at less than hydrothermal temperatures, the reacting kaolinite had alsoréeguilibrated at

80°C and pH 3 for over 3 months. At hydrothermal conditions or after extensive pretreatment
the surface of kaolinite may be activated, thus resulting in the opening of abwrdant s
locations and kink sites that could serve as templates for the reversibla gfdwablinite. The
applicability of the TST rate law given in Equation (8) during the early cgtaady state period

of experiment KGa-P1, which followed extensive dissolution leaching, is consigth this

interpretation. This study indicates, however, that the steady-state kawliagere not fully

20



reversible over the entire range of Gibbs free energy investigatelgingnthat a change in
mechanism occurs between dissolution and precipitation. Reversibility ofutissand

precipitation very close to equilibrium, however, is still a possibility.

The kaolinite precipitation experiments in this study covered a ranggefssturation from 4.5
kJ/mol (1.0 kcal/mol) to 14.8 kJ/mol (3.6 kcal/mol). Despite this relatively larggperaf
supersaturation, the precipitation experiments showed a linear dependencezoerigge
Although a detailed precipitation rate mechanism is not possible without furttr@soopic
and/or spectroscopic characterization of the newly precipitated kaolingeyatrth discussing
some of the possible growth mechanisms that might apply under these experiorafitaires.
Crystal growth models have been reviewed extensively in the literatiNBMA and
GILMER, 1973; OHARA and REID, 1973; NIELSEN, 1984) and are generally clasasied
diffusion controlled, or surface integration controlled, or both. Only surface intaggatwth
models will be considered for the precipitation experiments conducted in this study, si
kaolinite growth at room temperature is very slow and unlikely to be diffusion dedtrdhe
surface-controlled mechanisms consist of adsorption of lattice ions, spirahgrosdrew
dislocations, or two-dimensional nucleation on the mineral surface. In the case of tw
dimensional nucleation, growth proceeds by the addition of nuclei similar to the teelmpla
which they form or through the attachment of growth units to the edge of the nuclgifa@es
diffusion. A number of two-dimensional nucleation growth models have been proposed in the
literature and can be classified into mononuclear or polynuclear mecha@bsARA and
REID, 1973; NIELSEN, 1984). The main differences between these models are in their
assumptions about the rate of surface nucleation and the rate of lateral spretudinuuofei
across the crystal surface. The two-dimensional nucleation growth moddie eapressed as
(LI et al., 2003)

_ _ 1
R=k,F(Q 1)exp{ (KT)? In(Q)j’ (20)

whereks, is the rate constant for mononuclear or polynudjeawth,Q is the relative
supersaturation ratio (Equation 4),(f(s a function of supersaturatiog, is defined as the
edge free energy (in kJ mlandk is the Boltzmann constant.
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Such two dimensional nucleation growth models Haeen discussed extensively in the case of
gibbsite crystal growth that occurs in the indatBayer process (FARHADI and
BABAHEIDARY, 2002; LI et al., 2003; VEESLER and BSTELLE, 1994). Gibbsite has an
analogous structure to that of the micas and th&ralealuminum hydroxide sheets are typically
found to be sandwiched between silicate sheetspoitant clay groups, such as the kaolinite,
illite, and montmorillonite/smectite. In kaolinitdhe individual aluminum hydroxide layers are
identical to the individual layers of gibbsite @efed to as the "gibbsite layers") and therefore
may provide some guidance for possible interpmatatof kaolinite precipitation kinetics.
Following the simplified mononuclear equation prepd by BOTSARIS and DENK (1970) to
describe the formation and spreading of two-dimamainuclei during gibbsite growth,
Equation (10) can be simplified as

_ 1
R_kmexp( (KT)? In(Q)j' (11)

According to the this simplified equation (whichsames the pre-exponential term depending on

the Gibbs free energy is equal to 1), the logarittirtne kaolinite precipitation rates will show a

linear trend against the ter%_l_ if the two dimensional nucleation growth model agpl

2InQ)

(Figure 11). When plotted in this way, the datavgla high degree of linearity between those
two parameters (with a®f 0.986), indicating the two-dimensional nucleatinodel is at least
compatible with the precipitation rates determimethis study. The free edge energy
determined using the slope of linear regressidimd@tine from Figure 11 is 3.54 kJ/mol, which
is comparable to the value obtained for gibbsite5atC (from 2.6 to 6.0 kJ/mol as reported in
the study of FARHADI and BABAHEIDARY [2002]), furdr supporting the applicability of the
model for kaolinite crystal growth presented above.

Kaolinite precipitation rates and their effect on mineral weathering rates

It has been suggested that clay precipitation raggsinfluence or even control the weathering
rates of primary phases like the feldspars (ALEK&&et al., 1997; ZHU et al., 2004; MAHER
et al., 2006). A comprehensive investigation @ tjuestion is beyond the scope of the present
study, and is not possible in any case at thistgmnause the dependence of kaolinite
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precipitation rates on pH has not yet been detexthinHowever, it is instructive to consider
whether the kaolinite precipitation rate determimethis study at pH 4 is rapid enough to keep
up with feldspar dissolution rates, thus maintagrtime pore water close to equilibrium with
respect to kaolinite. If kaolinite precipitatioates are pH dependent, what kind of decrease
would be necessary to result in significant sugaraéion with respect to kaolinite? To answer
these questions, we consider a set of idealizedlivearansport simulations of the chemical
weathering of plagioclase feldspar (albite) to katé at 25°C using the rate law proposed by
HELLMANN and TISSERAND (2006) for albite and thediinite precipitation rates determined
in this study. The albite dissolution rate constamich HELLMANN and TISSERAND (2006)
determined at 150°C as a functiol\@¥, was adjusted to 25°C using an activation enefgy
62.7 kd/mol. Additionally, the rate constant wasr@ased by 0.75 log units (in units of
mol/n¥/s) so as to represent a dissolution rate in tleicineutral pH range. Following the
formulation proposed by HELLMANN and TISSERAND (&)0this yielded two parallel rate
laws at 25°C (in units of mol/Ats)

3.81

e

R =1.02x 1012{ T ex%— 0.00007%%2

LnO 117
ﬁ} 49

R, =1.81x 1014{ = ex%—

For kaolinite, the form of the rate law presente@&quation (11) was used. A reactive transport
calculation using the codérunchFlow (STEEFEL, 2007as carried out for conditions broadly
similar to those investigated by WHITE et al (iegs) at the Santa Cruz chronosequences. A
flow rate of 0.088 m/yr, volume fractions of alb&ad kaolinite of 15% and 10% respectively,
and specific surface areas of 0.43grand 11.83 Rig for albite and kaolinite respectively were
assumed for the calculations, which were then eduout to 65,000 years (the approximate age
of the youngest terrace at Santa Cruz). In theutation, a modified rainwater with a pH of 5.73
infiltrates the sandy material (porosity = 40%) engdartially saturated conditions.

Using the kaolinite precipitation rate determinedhis study at pH 4 along with the rate law for
albite proposed by HELLMANN and TISSERAND (2006)etreactive transport calculations
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predict that the pore water composition will remaiose to equilibrium with respect to kaolinite
(log Q/Keq ~ 0.1), while albite remains far fromudibrium (Figure 12). However, the results
at circumneutral pH (6-8) depend critically on tit¢ dependence of kaolinite precipitation rates.
If the pH dependence is significant (e.g., a depane> 1), then the decrease in the kaolinite
precipitation rate as the pH increases could haarked effect on the weathering rate of albite.
This can be evaluated by simulating the same sysseng slower rates for kaolinite
precipitation. As the kaolinite precipitation ratenstant decreases from*£@nol/nf/s (log k =
-15) to 10 mol/nf/s (log k = -16), the simulations predict that Kaelinite supersaturation will
rise substantially, while the feldspar approaclwgsldérium more closely (Figure 12). While
these are idealized simulations intended to expglweoupling between feldspar dissolution and
kaolinite precipitation rates, they demonstrate thay precipitation rates could influence or
even control the overall rate at which chemicaltweang occurs if the rates are pH dependent.
The simulations also highlight the need for addiilcexperiments to determine the pH

dependence of kaolinite precipitation rates.

SUMMARY AND CONCLUSIONS

Kinetic rates of kaolinite dissolution and precpibn at room temperature and pressure were
measured at pH values close to 4 as a functiontiis3ree energy using well crystallized low
defect Georgia kaolinite. Dissolution rates measutese to equilibrium (generally within about
2 kcal/mol) showed an exponential decrease comparkat from equilibrium rates. This
observed trend can be described well within thenéaork of Transition State Theory with a
Temkin coefficient of 2, implying that the activdteomplexes involved in the rate-limiting step
for kaolinite dissolution involved either a singléor Si atom. Dissolution with input solutions
having high Al concentration showed no evidencesignificant Al inhibition at the

experimental conditions considered in this study.

Long-term precipitation rates at 22°C and clospHio4 are much slower than the dissolution
rates and generally fall off the trend predictedlpgnsition State Theory. Only a kaolinite
sample that was subjected to extensive dissolfioaver 5 months under far from equilibrium
conditions showed a faster precipitation rate fométial quasi-steady state that is compatible

with the TST model. The fact that this reversilecipitation stage lasted only about 110 hours,
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at which point precipitation rates decreased bgraer of magnitude, suggests that activated
sites created during the long-term, far from equilim dissolution process became filled and a
different growth mechanism ensued. The other tregipitation experiments performed under
more supersaturated conditions and with kaolireeglghat had not undergone extensive
dissolution far from equilibrium, also showed vetgw precipitation rates that are not
compatible with a reversible TST rate law basedlissolution rates. The long-term
precipitation rates show instead a linear depereglendhe Gibbs free energy, with the
relationship between the rates and correspondexgion free energies described satisfactorily

with a simplified two dimensional nucleation growttodel.

A set of idealized reactive transport simulatiohthe transformation of plagioclase feldspar
(albite) to kaolinite was used to demonstrate thatrate of kaolinite precipitation, and in
particular its as yet undetermined pH dependermddanfluence or even control the overall

rate at which chemical weathering occurs.
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TABLES

Table 1: Al and Si species and their hydrolysisstants used in speciation calculation*.

Reaction logKq
Al + H,0 = AIOH™ + H -5.00
Al + 2H,0 = AI(OH)** + 2H" -10.1
Al + 3H,0 = AI(OH)’%; + 3H" -16.9
Al + 4H,0 = AI(OH)* + 4H" -22.7
H4SiO; = HsSiOy + HY -0.83

*from PHREEQC (PARKHURST and APPLEO, 1999) database.
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Table 2: Target input Si and Al concentrations

Experiment| Si (uM) Al (uM)
Dissolution

1 0 0

2 300 0

3 0 60
Precipitation

4 500 100

5 1000 100

6 1500 200
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Table 3: Al and Si concentration in solutions eipugted with kaolinite for determination of its

solubility constant*

Label pH Si (uM) Al (pM) log(auasiod 109(aus+)  log(IAP)
Sample

1 4.22 311.98+3.06 11.42+0.44 -3.505 -5.336 7.638
Sample

2 4.20 312.94+2.47 11.27+0.37 -3.504 -5.340 7.512

*Average result from this two sampling points were used to calctiateduilibrium solubility of

kaolinite sample used in this study
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Table 4: Summary of experimental conditions andltes

Starting

Pump

Sample ] Input Si Input Al Output Output Output  Rate from Al Saturation AG
material speed Input pH ) ) .
label ) (uM) (uM) Si (uM) Al (pM)  pH (mol/m“/sec) index (kJ/mol)
(9) (ml/min)
9.84 7.88

KGa-Dla 2.000 0.050 4.001 0.00 0.00 (£0.14) (x0.10) 4.076 -1.15 (+0.06) E-13  -4.17 -23.56(+0.80)
277.33 287.72 6.43

KGa-D1b 2.000 0.050 3.987 (x0.97) 0.00 (x3.18) (+0.10) 4.033 -9.37(+0.14) E-14 -1.66 -9.38(+0.80)
277.63 0.21 288.83 3.76

KGa-D2a 1.000 0.041 4.004 (x3.33) (x0.04) (¢3.50) (x0.09) 4.049 -1.04(+0.06) E-13 -2.03 -11.47(x0.73)
277.63 0.21 29595 8.45

KGa-D2b 1.000 0.012 4.004 (£3.33) (x0.04) (¢4.58) (x0.14) 4,102 -6.77(+0.36) E-14 -1.00 -5.65(+0.85)
0.26 60.5 6.59 65.21

KGa-D3 1.000 0.049 4.016 (x0.04) (x0.58) (x0.09) (+0.80) 4.038 -1.46 (£0.76) E-13  -2.91 -16.44(+0.80)
493.49 106.25 478.82 96.09

KGa-Pla 2.000 0.050 4.080 (x4.24) (x1.10) (¢4.35) (¥1.17) 3.980 1.47 (x0.24) E-13 0.80 4.52(x£0.73)
498.03 113.49 494.89 106.02

KGa-P1b 2.000 0.005 4.022 (£6.39) (x1.68) (¢3.40) (x0.89) 3.964 1.04 (x0.27) E-14 0.82 4.63(x0.73)
1030.96 118.78 1008.11 96.27

KGa-P2 1.000 0.001 4135 (+29.67) (£3.32) (£6.40) (x0.56) 3.950 1.64 (+0.35) E-14 1.34 7.57(x0.73)
1466.85 242.18 1412.23 210.09

KGa-P3 1.000 0.001 4270 (x27.80) (x4.76) (£20.68) (+6.26) 4.006 2.50(x0.74) E-14 2.63 14.85(+0.85)
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Table 5. Steady state saturation indices for p@tiescondary phases in precipitation

experiments.

Saturation Index

Kaolinite* AIIophane2 Imogolite2 Gibbsite® Amorphous silica® Halloysite5 Quartz*

KGa-
Pla 0.87 -2.441 -1.841 -0.741 -0.579 -2.84 0.711

KGa-
Pib 0.888 -2.438 -1.838 -0.747 -0.564 -2.822 0.726
KGa-P2 1.342 -2.293 -1.693 -0.829 -0.255 -2.368 1.035
KGa-P3 2.662 -1.125 -0.525 -0.321 -0.103 -1.048 1.187

! Kaolinite equilibrium solubility constant was from current stifdljophane and imogolite equilibrium
solubility constants were taken from SU and HARSH (199&jibbsite equilibrium solubility constant
was from MAY et al. (1979)* Amorphous silica and quartz equilibrium solubility constants were taken
from PHREEQC database (PARKHURST and APPELO, 1999}lloysite solubility data was from

HEM et al. (1973).

36



FIGURE CAPTIONS

Figure 1: EffluentACa andACs; variation in KGa-D1 dissolution experiments at 4H2 °C
with input solutions having (KGa-D1a) no Si and(sélid symbol) and (KGa-D1b) 5QM Si
and no Al (open symbol). Pumping speed: 0.05 mih/mi

Figure 2: EffluentACa andACs; variations in KGa-D2 dissolution experiments at4H22 °C
with input solution having 5QM Si and no Al; (KGa-D2a) pump speed: 0.05ml/miolits
symbol) and (KGa-D2b) pump speed: 0.01ml/min (apgnbol).

Figure 3: EffluentACa andACs; variations in KGa-D3 dissolution experiments atfy22 °C
with input solution having 6QM Al and no Si; pump speed: 0.05ml/min.

Figure 4: Steady state effluefnC, versusACy' in the kaolinite dissolution/precipitation
experiments at pH 4, 22 °C with varying input simatcomposition and pumping speed. Dashed

line represents the ideal theoretical stoichioroediope of 3.

Figure 5: Steady state efflueRC, versusACsgiin the kaolinite dissolution/precipitation
experiments at pH 4, 22 °C with varying input simntcomposition and pumping speed. The
smaller graph inside the larger one shows an exgohui@w of the data for the KGa-Dla

experiment. Dashed line represents the ideal thieatstoichiometric slope of 1.

Figure 6: EffluentAC, andACs; variations in the KGa-P1 precipitation experimanpH 4, 22
°C with input solution having 0.5mM Si and 0.1mM, @\)pump speed: 0.05ml/min (solid
symbol) and (B) pump speed: 0.005ml/min (open syimbo

Figure 7: EffluentACa andACs; variations in the KGa-P2 precipitation experimanpH 4, 22
°C with input solution having 1mM Si and 0.1mM Alimp speed: 0.001ml/min.

Figure 8: EffluentAAl and ASi concentration variations in the KGa-P3 prectmptaexperiment

at pH 4, 22 °C with input solution having 1.5mM&gid 0.2mM Al; pump speed: 0.001ml/min.
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Figure 9: A) STXM image of kaolinite samples in @ptation experiments. B). Al XANES
spectra of kaolinite particles by total electroalgimode in precipitation experiments by STXM
(circled area highlights the major difference betwéhe spectra).

Figure 10: Kaolinite dissolution/precipitationeats. reaction free energy at pH 4, 22 °C; the
blue dashed line (a) was fitted with TST theory #relred dashed line (b) was fitted with two

dimensional nucleation model (for details, seetéxé for further discussion).

Figure 11: Linear fitting of kaolinite precipitaticate data with a mononuclear two dimensional

nucleation growth model at the experimental tenmpegzof 22 °C.

Figure 12: Reactive transport simulations of poagewkaolinite and albite saturation indices
(Log Q/Keg) versus depth for a chemical weathering profifétrated by a solution at pH 5.73.

If the kaolinite precipitation rate is independefpH and the rate determined in this study at pH
4 is used directly, then the simulations prediat the pore waters will remain close to
equilibrium with respect to kaolinite. If a relaly strong pH dependence exists>(f), then
significant supersaturation with respect to katdimay occur due to the decrease in the rate
constant with increasing pH. “Log k” in the figurefers to the logarithm of the rate constant

assumed for kaolinite precipitation (moffts) following the formulation in Equation (11).
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Figure 7
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Figure 8
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